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ABSTRACT 
This study was concerned with the factors which affect the 
stability of mixed fertilizers. Mixtures prepared from reagent 
grade materials were heated in a constant temperature bath and the 
effect of temperature, moisture content, acidity, ammonium ion, 
nitrate ion, chloride ion, and sulfate ion investigated as a function 
of time. 
The rate of decomposition of the fertilizer mixtures increased 
rapidly as the temperature'was increased from 85° to 180°C. Nitrogen 
and chloride losses were detected at temperatures as low as 100°C 
indicating that the decomposition was initiated at this temperature. 
Analysis of the solid and gas products after heating showed that the 
reactions involved in the decomposition were the same over the range 
of temperatures studied. The key reaction in initiating the decom­
position was found to be the hydrolysis of monocalcium phosphate 
resulting in the formation of dicalcium phosphate and phosphoric acid. 
Reaction of the acid, ammonium nitrate, and ammonium chloride resulted 
in loss of nitrogen as nitrous oxide and elemental nitrogen and chloride 
as chlorine. About 90 percent of the total nitrogen lost was recovered 
as N^O or and 83 percent of the chloride lost was recovered as 
In the absence of chloride ion there was no significant decom­
position of the fertilizers, but addition of only 0.05 weight percent 
chloride resulted in a marked increase in nitrogen loss. When chloride 
was present in large quantities, its loss too was substantial. 
There was no loss of nitrogen in samples in which either the nitrate 
or ammonium ion was missing.. It made no difference whether these ions 
V 
were supplied by ammonium nitrate or individual ammonium and nitrate 
salts; the losses were the same in either case. 
Acidity of the fertilizer mixture was a major factor. As the 
pH increased from 2.8 to 3.9, the losses dropped sharply from about 
16 percent to less than 1.0 percent. Samples with a pH of 3.9 to 6.3 
were found to be stable. 
Initial moisture content of the samples did not affect the decom­
position reactions. The losses increased with increased moisture 
content, but these losses could be adequately accounted for by the 
additional moisture lost from the mixtures tested. 
Addition of ammonium sulfate or potassium sulfate to the fertilizer 
mixtures inhibited the decomposition of the samples. The stabilizing 
effect was probably due to reaction of the sulfate salts with mono-
calcium phosphate resulting in formation of calcium sulfate and mono-
ammonium phosphate or potassium dihydrogen phosphate. These reactions 
prevent the hydrolysis of monocalcium phosphate and effectively control 
the formation of phosphoric acid. Maximum stability was obtained 
when the mole ratio of sulfate ion to monocalcium phosphate was 1:1. 
When the sulfate was added as calcium sulfate, this stabilizing effect 
was not observed. 
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INTRODUCTION 
In a prosperous agriculture such as we have in this country 
today, the use of commercial fertilizers is an increasingly important 
factor. Fertilizers are indespensible in the maintenance of soil 
fertility and in reduction of crop unit cost of production through 
substantial increased yields per acre. Consumption of the three 
principle plant nutrients, nitrogen, phosphorous, and potassium in 
the United States has quadrupled since 1940, indicating the spectacular 
growth of the fertilizer industry in recent years. 
In its beginning, the commercial fertilizer industry was based " 
mostly on materials of organic origin, largely waste products 
and by-products.of other industries. The use of inorganic substances 
as fertilizer material stemmed from the work of von Liebig in Germany 
I 
and Lawes in England. With the gradual acceptance of these "unnatural" 
compounds as a source of plant nutrients, the use of organic materials 
was eventually superseded by synthetic chemicals. Today, fertilizer 
manufacture has become a major segment of the heavy chemical industry. 
The modern era in fertilizer production began when the chemical 
industry developed a process for synthesizing ammonia. This occurred 
about the time of World War I, and since then ammonia and its products 
have supplied an ever increasing portion of the nitrogen requirements. 
The use of ammoniating solutions and water soluble ammonium salts has 
made it possible to produce mixed fertilizers of high nutrient content 
and also to improve the physical properties of the fertilizer. 
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One of the more recent developments in fertilizer production 
is granulation. Granular materials have been used to a limited 
extent for more than 30 years. Materials such as cyanamid and sodium 
nitrate were available in granular form in the 1920's, and production 
of granular superphosphate began in 1930. Manufacture of granular 
mixed fertilizers first took place in this country about 1936, but 
no major trent to granulation developed until after 1950. The trend 
to granulation is due to several factors. From the producer's point 
of view, granulation reduces operating cost by allowing the use of 
low cost nitrogen solutions without trouble with physical condition. 
Moreover, use of nitrogen solutions give a product higher in analysis, 
thereby reducing handling and shipping cost per unit of plant food. 
From the consumer's point of view, the granular material is less 
dusty, less apt to cake, easier to handle, and can be applied with 
more uniformity. This combination of factors has led to a rapid 
growth in production of granular mixed fertilizers in the past ten 
years. 
The earliest process for making'a homogeneous granular mixed 
fertilizer involved wetting the mix with sufficient water to cause 
granulation and then removing the water in a dryer. This process was 
used in early plants in this country and is still widely used abroad. 
Normally in these processes an unaramoniated mixture is used. The wet-
and-dry method has fallen into disfavor in this country because of high 
drying cost and low strength of the granules produced. 
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The main feature that distinguishes modern granulation from the 
wet-and-dry method is the use of soluble salts in conjunction with a 
high temperature level to develop the proper volume of liquid phase 
with minimum usage of water. Other distinguishing features, found 
in the majority of plants, are in the integration of the ammoniating 
and granulating steps and the use of materials such as anhydrous 
ammonia, sulfuric acid, and phosphoric acid to promote granulation in 
the ammoniator by providing additional heat of reaction. In a typical 
plant, most of the granulation takes place in a continuous ammoniator, 
and the formulation is carefully selected to provide the right combination 
of liquid phase and temperature level. In some processes, most of the 
granulation takes place in the dryer by using a relatively high dryer 
temperature. Such processes are dependent on using formulations that 
contain highly soluble and easily fusible salts so that granulation 
can take place at a low moisture level. 
Continuous methods of processing mixed fertilizers and the use 
of high proportions of ammoniating solutions containing heat sensitive 
salts have led to considerable difficulty in maintaining nitrogen 
guarantees of high analysis mixed fertilizers. T.V.A. (41) conducted 
a survey of all available reports of state laboratory analyses of 
fertilizer samples in order to determine the extent of the nitrogen 
loss problem. Averages of thousands of samples of 10-10-10 (10-4.37-8.30) 
and 12-12-12 (12-5.24-9.96) grade fertilizers were consistently low. 
The percentages in parenthesis represent the elemental formulation 
of the fertilizer. 
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About half were deficient to an extent that exceeded the tolerance 
set by state law. Manufacturers have given assurances that the 
nitrogen input is at least equal to that guaranteed, and usually 
appreciably more than guaranteed. 
With the increasing number of reports of failure in the commercial 
units to make grade with respect to nitrogen, it was determined that 
losses of nitrogen in forms other than ammonia were involved. Ammonia 
alone could not account for the weight losses observed. 
Further information on the loss of nitrogen was obtained in a pilot 
plant investigation carried out by T.V.A. (41). The 12-12-12 
(12-5.24-9.96) grade was chosen for this work because, of the more popular 
grades, it is the one in which the highest nitrogen losses are reported. 
From this investigation it appeared that the most plausible explanation 
of loss of nitrogen in a form that would not be detected by scrubbing 
samples of exhaust gas was the decomposition of ammonium nitrate to 
form nitrous oxide and elemental nitrogen. It was found also that 
temperatures near the distributors in the pilot plant ammoniator were 
as high as 260°F, about 30°F higher than the product temperature. 
Localized areas of high temperature or acidity, or both favor serious 
loss of nitrogen by decomposition of ammonium nitrate. It would seem 
safe to assume that higher localized temperatures are encountered in 
large scale units where good distribution of acid and dissipation of 
heat are more difficult to attain. Such conditions probably account 
at least partially for nitrogen losses in the ammoniator as nitrous 
oxide and elemental nitrogen. 
5 
Although it is known that nitrogen losses occur in many of the 
initrogen compounds used in the fertilizer industry, little attention 
had been given to correlation of these losses with formulation. In 
the present research work, an investigation of the factors affecting 
the stability of mixed fertilizers has been made. These factors 
include the effect of temperature, moisture content, acidity, ammonium 
ion, nitrate ion, chloride ion, and sulfate ion. Decomposition reactions 
which occur when the fertilizer mixtures are subjected to high temp­
eratures also have been studied. A series of reactions have been 
I 
proposed which adequately account for nitrogen and chloride losses 
and which also explain the stabilizing effect of ammonium sulfate 
and potassium sulfate in fertilizer mixtures. 
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REVIEW OF LITERATURE 
Processes for Granulation of Mixed Fertilizers 
Owing to the wide variation in equipment and operation, granulation 
plants are not readily classified into distinct processes. Individual 
plants often have unique features. Three processes, however, are 
representative of the most popular types of granulation plants. This 
classification is made by the type of ammoniator used. The T.V.A. 
type rotary drum ammoniator is used in 53 percent of the plants in this 
country. Batch mixers are second with 24 percent, and the pugmill 
ammoniator is third with 11 percent (35). 
Batch mixer ammoniation 
The Glaspey process, as described by Sauchelli (35), is regarded 
as typical of ones in which a batch mixer is used for ammoniation only, 
and granulation takes place in a dryer operated at a relatively high 
temperature. Figure 1-A is a flow diagram of this type of process. 
Solid raw materials from the weigh hopper are discharged into the 
batch mixer which is generally of about two ton capacity. Measured 
quantities of ammoniating solution are metered into the mixer and the 
contents thoroughly mixed. The formulations are designed to avoid 
formation of sticky mixtures that would give trouble in the mixer. 
Ammoniating solutions of low water content are used, and less sulfuric 
acid is used, than in other processes. The low temperature level in 
the mixer prevents much granulation, and granulation must take place 
in the dryer. A sufficiently high temperature is necessary in the 
Figure 1-A. Flow diagram for the Glaspey fertilizer granulation process using a batch 
mixer ammoniator 
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dryer to fuse the soluble salts, principally ammonium nitrate, and thus 
produce enough liquid phase for granulation. 
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The ammoniated mix passes to a surge hopper that feeds the dryer. 
Countercurrent dryers are used which are fired with an open flame. 
Granulation is controlled by regulating the flame to obtain the desired 
extent of granulation by partial fusion of the mix. With many form­
ulations, the high dryer temperature results in fume formation and 
subsequent loss of nitrogen. 
The dryed product discharges to a cooler which has a trommel type 
screen attached to reject oversize. The oversize is crushed and recycled 
to the mixer. No fines screen is used since dependence is placed on 
semifusion in the dryer and the use of high air flow rates through the 
dryer and cooler'to remove fines. The fines blown out of the dryer and 
cooler are collected in dust cathcers and returned to the mixer. 
Pugmill ammoniation 
The Davison Trenton process is the best known method that uses a 
pugmill for ammoniation. Operation of this process has been described 
by Reynolds (25) and a flow diagram is shown in Figure 1-B. 
Most of the pugmills used are of the twin shaft type. Solid raw 
materials and recycled fines are fed into the inlet end of the pugmill, 
and liquids are injected under the bed. The kneading action of the pug­
mill is claimed to give a harder, stronger granule. Other advantages 
are that high ammoniation rates can be achieved and more variation in 
operating conditions can be tolerated. Among the disadvantages are high 
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maintenance costs and power requirements, poor fume control, and problems 
with non-uniform distribution of liquids under the bed. Granulation starts 
in the pugmill and is controlled by formulation, recycling fines, or adding 
water. 
In some cases, the pugmill discharges to a separate granulator; in 
most cases, however, it discharges to the dryer where additional granula­
tion occurs. The dryer is usually of the cocurrent type. From the dryer, 
the product goes to a cooler and then to a double deck screen. The over­
size is crushed and returned to the screen and the undersize is recycled 
to the pugmill. 
Rotary drum ammoniation 
Use of the T.V.A. type ammoniator has been described in numerous 
papers, both by T.V.A. (17,18) and by industry (12,14,38,40). The 
basic unit consists of an open, slightly inclined rotary cylinder with 
retaining rings at both ends and with a scraper mounted inside the shell. 
A rolling bed of solid material is maintained in the unit, and liquids 
are introduced through horizontal, multiple outlet distributor pipes set 
lengthwise of the drum under the bed. Most of the drums in usage range 
in size between 5 and 15 ft. in length and 5 and 8 ft. in diameter. 
Figure 1-C is a flow diagram that is typical of the larger, more 
complex plants using the T.V.A. process. In new plants, continuous 
feeders for each of the solid and liquid raw materials are often used. 
About half of the plants using the T.V.A. process have granulators, 
either as a separate unit or as a section of the ammoniator. Some plants 
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have neither a granulator nor a dryer, in which case the granules formed 
in the ammoniator discharge directly into the cooler. The majority of 
the plants use a dryer, which may be either countercurrent or cocurrent. 
Most plants screen the product after the cooler on a double deck 
screen, crush the oversize and recycle it to the screen, and recycle 
the fines to the ammoniator. In some cases, crushed oversize or product 
is recycled to the ammoniator to control granulation when using form­
ulations of unusually high liquid content. 
Nitrogen Loss in Manufacturing Processes 
It has been demonstrated by T.V.A. (41) that nitrogen losses 
occur in the manufacturing process. Improper design and maintenance 
of equipment can be a major factor contributing to the loss. Hignett 
i 
(16) has suggested that the primary causes of nitrogen loss in the 
ammoniator may be due to poor control of granulation, with consequent 
overgranulation or "mud" formation; poor distribution of acid owing 
either to poor design, improper placement, or corrosion of the distrib­
utors; overloading or underdesign of the ammoniator; and unsuitable 
formulations. These problems have been investigated and methods of 
correcting them have been developed (15,16,24). 
Nitrogen losses in the dryer can be prevented by avoiding excessive 
temperatures. In plants where granulation is obtained in a counter-
currently fired dryer, however, lowering the temperature may preclude 
good granulation. Bridger and Burzlaff (6) have discussed nitrogen 
losses in drying mixed fertilizers. Formulations containing aramoniated 
superphosphates lost 8 to 14 percent of their nitrogen when dryed at a 
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product temperature of 200°F. However, it was found that by careful 
control of product temperature and inlet temperature that the nitrogen 
loss could be reduced to a negligible amount. Alfrey and Bridger (1) 
have found that, in both cocurrent and countercurrent drying of most 
granulated mixed fertilizers, losses were less than 2 percent of the 
total nitrogen present. 
Storage tests by Olive and Hardesty (22)showed no evidence of 
change in composition of properly dryed mixed fertilizers after up 
to two weeks storage in piles at atmospheric temperature. If the mixed 
fertilizers had not been properly dryed, overheating resulted in the 
large lumps, and temperatures reached the ignition point. Apparently, 
the overheating was due to continued decomposition in the caked ferti­
lizer. 
Decomposition of Ammonium Nitrate 
Decomposition of pure ammonium nitrate 
The thermal decomposition of pure ammonium nitrate has been studied 
extensively in the past. Saunders (36) has reported that, in the temp­
erature range 210° to 500°F, 98 percent of the decomposition of dry 
ammonium nitrate occurs accoidtng to the following equation: 
NH^NO^ > NgO + 2HgO (1) 
Thermodynamic studies by Feick and Hainer (9,10) indicate that 
nitrous oxide and water are accompanied in the products by ammonia and 
nitric acid at their equilibrium vapor pressure. Thus, the dissociation 
of ammonium nitrate is also an important step in the decomposition. This 
reaction is as follows: 
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NH^NOg + HNO^ (2) 
The dissociation is reversible and endothermic, having a heat of reaction 
of 35.4 kcal. at 170°C. The decomposition is irreversible and exothermic, 
having a heat of reaction of -16.4 kcal. at 290°C. Despite the exothermic 
nature of reaction 1, the behavior of unconfined ammonium nitrate is 
not that of a typical material showing an exothermic reaction. There 
is little tendency toward self acceleration or even toward continued 
reaction after the source of heat is removed. 
The isotopic composition of the products of the controlled 
decomposition of ammonium nitrate have been studied by Frie'dman and 
Bigeleisen (11). It was found that yields exclusively the 
isomer These results as well as those of Kummer (21) and 
Richardson and Wilson (26) have led Friedman and Bigeleisen (11) to 
suggest that the decomposition of ammonium nitrate proceeds by a dehy­
dration mechanism: 
NH^ + NO^ + H^O (3) 
H^N-NO^ m=NOg + HN=N^Qg (4) 
HN=NJ°^ + HgO ' (5) 
Wood and Wise (44) have made experimental measurements of the kinetics 
of thermal decomposition of ammonium nitrate in the temperature range 
170° to 280°C. The results indicate that the degradation of ammonium 
nitrate is an autocatalytic liquid phase reaction, the rate of which is 
proportional to the product of the mass of salt and the concentration of 
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acid. The data were fitted to a rate equation of the following form: 
- -i;- = -I- * b (6) 
where a and b represent the number of moles of ammonium nitrate and 
nitric acid, respectively, and V, the volume of the liquid melt. A 
mechanism which accounted for the catalytic effect of the acid and 
the inhibitory effect of ammonia on the decomposition of ammonium 
nitrate was postulated. 
NH^NO^ > NH^ + HNO^ (7) 
H"^  + NH^ NO^  > NHgNOg + (8) 
NHgNOg + H^O (9) 
No definite conclusions were drawn concerning the intermediate compound 
but isotopic analysis pointed to the formation of an unsymmetrical 
substance such as nitramide which yields the final decomposition products, 
Rozman £t al^. (34) have proposed a mechanism for the decomposition 
of ammonium nitrate which involves three principle stages: 1) hydrolysis 
of the nitrate with formation of ammonia and nitric acid; 2) thermal 
decomposition of nitric acid with formation of nitrogen dioxide, water, 
and oxygen: 3) reaction of nitrogen dioxide with ammonia leading to the 
final decomposition products which may vary quantitatively and quali­
tatively in accordance with the decomposition conditions, and especially 
the temperature. 
Stage 1 of this mechanism conflicts with the common belief that the 
decomposition of ammonium nitrate with formation of ammonia and nitric 
acid is a dissociation reaction represented by equation 2. However, data 
reported by many other investigators suggest that the decomposition of 
ammonium salts, including the nitrate, with formation of ammonia and 
the corresponding acids should be more correctly regarded as the result 
of hydrolysis rather than dissociation. 
Delsemme (8), who studied the thermal decomposition of ammonium 
nitrate by a spectroscopic method, found that moisture present in the 
salt catalyzes the decomposition process. This has been verified 
by Friedman and Bigeleisen (11), who also found that completely anhydrous 
ammonium nitrate does not decompose even when heated to 300°C, but merely 
sublimes. If water is added, the thermal stability falls to the usual 
level. Water also plays a catalytic role with other ammonium salts. 
Smits (39), who studied the dissociation of ammonium chloride, found 
that the dry salt has a lower dissociation pressure than the moist salt. 
Rodebusch and Michalek (27) found that the dissociation rate of ammonium 
chloride is sharply lowered by drying. 
The connection between the increase of acidity during decomposition 
and the autocatalytic character of the decomposition during the acidity 
increase period may be due to hydrolysis of the acid type. It is known 
that ammonia is much less soluble in the melted nitrate. If acid hydroly­
sis occurs, this leads, as the result of the gradual increase of hydrogen 
ion concentration in the nitrate, to autocatalytic acceleration of hydrol­
ysis. Autocatalysis continues until equilibrium is reached, when nitric 
acid is formed and removed from the system at equal rates. The removal is 
effected not only by evaporation, but also by thermal decomposition of 
nitric acid. In addition, nitric acid is formed not only by hydrolysis 
but also as the result of a reaction between nitrogen dioxide, formed by 
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decomposition of nitric acid, and ammonia from the ammonium nitrate. 
Therefore, autocatalysis is complex, and is determined by other factors 
in addition to hydrolysis. 
The second and third stages of the decomposition mechanism involves, 
the decomposition of nitric acid to form nitrogen dioxide which then 
reacts with ammonia to give the final decomposition products. Thermal 
decomposition of nitric acid proceeds in accordance with the following 
equation: 
2HN0^ ^ ZNOg + H^O + (10) 
Nitrogen dioxide is a very reactive substance. Having an off 
number of electrors, the dioxide molecule participates in reactions 
characteristic of free radicals. Nitrogen dioxide reacts readily with 
ammonium nitrate. The reaction was first discovered by Besson and 
Rosset (3) and may be represented by the overall reaction: 
NH^NO^ + ZNOg + 2HN0^ + H^O (11) 
It essentially consists of an interaction of nitrogen dioxide and 
ammonia from the ammonium nitrate. Ammonia reacts vigorously with 
I 
nitrogen dioxide, the reaction being explosive at the right concentration 
of reactants. The reaction is as follows: 
ZNOg + 2NH^ NH^NOg + + H^O (12) 
At temperatures lower than 200°C it is assumed that nitrogen 
tetroxide is the active component in equations 11 and 12 rather than the 
dioxide. 
21 
Taking into consideration reactions 11 and 12^ Rozman (29) 
postulated the following mechanism for thermal decomposition of 
ammonium nitrate at temperatures up to 200°C: 
NH^NOg + NHOg (13) 
2mO^ ^^2°4 ®2° ^°2 (14) 
NH^ + NO"^ + NO^ -^NHgNO + H**" + NO^ (15) 
NHgNO ^ N_ + HgO (16) 
The sum of these reaction give the overall reaction: 
NH^NOg + 2HgO + %0g (17) 
Nitric acid, which undergoes thermal decomposition to some extent, 
gives rise to nitrogen dioxide, water, and oxygen. Nitrogen dioxide 
reacts with ammonia and the cycle is repeated. The final decomposition 
products are nitrogen, water, and oxygen. 
At temperatures from 200° to 280°C, nitrous oxide and water are 
the principle decomposition products as represented in equation 1. The 
reaction mechanism is as follows: 
NH^ > NH^ + HNO^ (18) 
2HN0^ >2N0g + H^O + %0g (19) 
NH^ + NOg > NHg + HNOg (20) 
NH^ + NOg NH^NOg ^ N^O + H^O (21) 
2HN0g >^N0 + NOg + HO (22) 
NO + %0g VNO2 (23) 
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Formation of nitrogen during the decomposition of ammonium nitrate 
may be explained by the side reaction: 
NO + NHg > Ng + H^O (24) 
The amino radicals may combine to form hydrazine which is a 
powerful reducing agent, and therefore it is not likely that it could 
exist for any length of time under conditions of ammonium nitrate 
decomposition at 200°C and higher. However, Patry et. al^- (23) detected 
hydrazine in reaction products of ammonia and nitrogen dioxide at tem­
peratures up to 100°C. 
Effect of impurities on ammonium nitrate decomposition 
The rate of thermal decomposition of ammonium nitrate is influenced 
markedly by temperature and the presence of impurities. Shah and Oza (37) 
I 
reported that, with the pure salt, decomposition products were first 
detected around 180°C, ammonia being evolved and nitric acid accumulating 
in the residue. In the presence of a basic substance the amount of ammo­
nia, evolved increases and the nitric acid formed decreases, the reverse 
being true when acid substance is present. The amount of nitrogen form­
ed is increased by use of low pressure and of small quantities of ammo­
nium nitrate, and is decreased by the presence of neutral anhydrous 
sodium sulfate. Decomposition was slow at 240°C and rapid at 290°C, 
but the addition of trace amounts of free acid and chloride reduced 
these temperatures considerably. 
Saunders (36) found that the rate of decomposition is greatly 
accelerated in the presence of chlorides, 1.0 percent producing a result 
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equivalent to a temperature rise of 25° to 30°C in the pure nitrate. 
Even 0.1 percent chloride was found to have a marked effect on the 
decomposition, chloride being invariably present in the gas evolved. 
The quantity of chloride present in the gas is proportional to the 
chloride concentration in the mixture and the temperature. Tramm and 
Velde (42) report that chlorine free ammonium nitrate which has 
become acid through slow splitting off of ammonia while standing in 
the molten state for long periods of time at 175°C did not show any 
serious decomposition. An alkaline or neutral melt did not give any 
indication of the influence of the chloride ion on the decomposition. 
Experiments with acid melts showed that the decomposition is affected 
only be a combined reaction of free acid and chloride ion. Relatively 
small amounts of free acid and chloride may cause spontaneous decom­
position at temperatures as low as 140°C. These authors proposed that 
the decomposition of ammonium nitrate in the presence of impurities will 
proceed according.to reactions 1 and 2, but that a third reaction will 
also occur. 
5NH^ + 3HN0^ >4N2 + 92^0 (25) 
The presence of hydrogen and chloride ion is necessary for reaction 25 
to proceed, but only catalytic amounts are required. 
Guichon and Jacqùe (13) have observed that the thermal decom­
position of ammonium nitrate in the presence of ammonium chloride 
involves an induction period whose length is independent of chloride 
concentration and is an exponential function of 1/T. The induction 
period decreased with increasing content of nitric acid and chlorine gas. 
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Liberation of chlorine is an essential activation step and is the 
determining factor in the termination of the induction period. 
Rozman (31) has observed that the nature of the decomposition 
of ammonium nitrate alone does not differ in principle from that of 
ammonium nitrate containing chloride or of ammonium chloride itself. 
Always there is first observed an increase in the acidity, which, 
when equilibrium is established, then remains constant. However, 
there is a marked difference in the increase in acidity, which the 
addition of chloride increases by a factor of almost ten, and equili­
brium is reached in about half the time required when chlorides are 
absent. 
In view of the foregoing, Rozman (31) adopted the nitrosonium 
scheme advanced for the mechanism of the decomposition of ammonium 
nitrate. The process is more complex than for ammonium nitrate; 
unlike the nitrate ion, the chloride ion is an active electron donor 
and reacts with nitrogen dioxide, the latter being reduced to nitric 
oxide : 
NgO^ + Cl" >N0 + NO^ + CI (26) 
The mechanism of the reaction of nitrogen dioxide with ammonium 
chloride can then be represented; 
NH,C1 >NH + HCl (27) 
^ 3 
NH^ + NO^O^ >-NHgNO + H*'' + NO^ (28) 
NHgNO > N + H^O (29) 
NO^Og + Cl" >N0 + NO^ + Cl (30) 
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The sum of these reactions is : 
^2HN0 (31) 
The formation of nitrous oxide can be explained by the radical 
reaction: 
NH^ + NOg ^ NHg + HNO^ (32) 
NH^ + NOg NHgNO^ ; + H^O (33) 
2HN0g >N0 + NOg + HgO (34) 
The sum of these reactions is: 
2NH2 + 3NO2 > 2N2O + NO + SHgO (35) 
In the thermal decomposition of ammonium nitrate containing chloride, 
chlorine is also an activating agent, since it oxidizes ammonia. 
Here nitrosyl chloride acts similar to chlorine, so that when 
very little chloride is present in the nitrate, the reaction products 
probably contain HCl but not nitrosyl chloride. 
The decomposition is autocatalytic, which is characteristic of the 
type encountered in the thermal decomposition of ammonium nitrate, but 
it is even more complex. The rate at which the decomposition develops 
depends on the concentration of nitrogen dioxide formed by the decom­
position of nitric acid. This can be attained by adding nitric acid 
to the mixture of ammonium nitrate and chloride, since this accelarates 
the formation of nitrogen dioxide. This would explain the observation 
made by Tramm and Velde (42) that the decomposition is sharply accelerated 
SCl^ + 2NH2 a» Ng + 6HC1 (36) 
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when the nitrate contains free acid and chloride. 
Keenan and Dimitriades (20) have carried out a kinetic study 
of the thermal decomposition of ammonium nitrate in the presence of 
sodium chloride using a differential kinetic technique. The rate 
equation for nitrogen evolution was found to be of the following 
form: 
J-
= k^(NH^) + kg(NH^)(cr)' (37) 
Analysis of the kinetic data showed that the nitrogen rate 
increases with chloride concentration in a regular manner whereas 
the nitrous oxide rate was not so correlated. This indicated that 
the two gases are produced by two separate parallel reactions. 
A radical mechanism was proposed in which the role of chloride 
• + ' 
is catalytic, being oxidized by NO^ to chlorine atoms. 
NOg + Cl" > NO^ + CI (38) 
The chlorine atoms may react by several paths. The most likely 
would be by hydrogen abstraction from the NH^"^ present in high 
concentrations5 being reduced back to chloride and completing the 
catalyst cycle. 
Cl + + HCl (39) 
4 3 
Recombination of the NO^ and produces nitramide which decomposes 
rapidly to nitrous oxide. 
NH^ + NOg ^O^NNH^ > N^O + (40) 
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Some chlorine atoms recombine to form Clg, part of which escapes 
by volatilization. However, most reacts in the melt with ammonia to 
produce nitrogen probably by fast reactions through a series of 
chloramine type intermediates which are not specified for the present 
kinetics. 
CI + CI > CI2 (41) 
Clg + NH^—>NHgCl—> N + HCl (42) 
Nitrogen dioxide radical recombination and self ionization also 
occurs. The NO oxidizes the chloride ion to an atom which abstracts 
hydrogen from ammonia and is thereby reduced back to chloride. The 
NHg radical combines with the NO radical to produce nitrosamine, a 
known unstable precursor for N^. 
NOg + NOg > NO"^ + NO^ • (43) 
NO"*" + Cl" >N0 + CI (44) 
CI + NH^ >.NHg + HCl (45) 
NH^ + NO >NHgNO > N^ + H^O (46) 
This radical mechanism gives the correct functional form of the 
experimental nitrogen rate equation. Although no rate law for N^O 
production was obtained, one was derived from the proposed mechanism. 
d (N-O) ^ ^ , J, 
k(N0;)^(NH7)(cr)^ (47) dt '• 2' ^ 4 
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Equation 47 indicates that nitrous oxide production is sensitive 
to variations in acidity. This was confirmed experimentally. The 
nitrogen rate was relatively insensitive to these variations as would 
be expected by examination of equation 37. 
Inhibition of ammonium nitrate decomposition 
In the postulated mechanisms for the decomposition of ammonium 
nitrate, the initial autocatalytic period is critical. It follows 
that the function of an inhibitor should be to prevent autocatalysis. 
This can be achieved if the free acid formed in the initial stages 
of decomposition can be combined in one way or another. 
Rozman (30) has suggested substances which should be of interest 
as inhibitors of the thermal decomposition of ammonium nitrate. The 
inhibitors may be either ammonia itself or compounds which liberate 
ammonia by hydrolysis, thermolysis, or reaction with ammonium nitrate, 
and which combine directly with nitric acid and nitrogen dioxide. This 
class of compounds includes many metal oxides, carbonates of alkaline 
earths, and amino compounds which split off ammonia by hydrolysis or 
thermolysis under conditions of ammonium nitrate decomposition. 
The great majority of the inhibitors of the first two types cannot 
be of practical value for inhibiting the decomposition. Some of them, 
especially the alkaline earth oxides, readily decompose the nitrate, and 
the liberated ammonia will escape almost at once without having the 
required inhibiting effect. Therefore, the only oxides or carbonates 
that can be used are those which react with the nitrate. Rozman (30) 
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found that 1.0 percent zinc oxide in ammonium nitrate was effective 
in preventing autocatalysis during the initial period of the decom­
position. No increase in acidity was observed in the mixture and the 
weight loss was reduced considerably. 
The inhibiting mechanism was explained as follows. Polyammine-
zinc nitrates dissolved in the ammonium nitrate decompose when the 
system is heated. The decomposition is apparently hydrolytic in 
character, with water molecules replacing ammonia molecules in the 
inner sphere of the complex. Thus, polyamminezinc nitrates are 
gradually converted into aquo salts. The displaced ammonia neutralizes 
the nitric acid formed by decomposition of ammonium nitrate, resulting 
in buffer action. 
A study of the thermal stability of the urea-ammonium nitrate 
isystem was made by Rozman and Borodkina (32,33). An interesting 
mutual stabilization effect was observed. Not only does urea act 
as an inhibitor of ammonium nitrate decomposition, but conversely, 
ammonium nitrate stabilizes urea. However, urea has considerable 
stability only in the presence of a large excess of ammonium nitrate. 
The increase of the urea content from 1.0 to 5.0 percent leads 
to a decrease in the stability of the system, because of the intensified 
decomposition of urea. The mechanism of this stabilization effect has 
not been satisfactorily explained. 
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Decomposition of High Analysis Mixed Fertilizers 
It is apparent that the decomposition of high analysis mixed 
fertilizers is not due solely to the ammonium nitrate they contain. 
The presence of acidic monocalcium phosphate and chloride compounds 
is important. In the investigation of Waters e_t £l. (43), the possible 
reactions which may occur in mixed fertilizers were discussed. These 
workers agree with previous investigators on the decomposition of 
ammonium nitrate accoring to reactions 1, 2, and 17. Other reactions 
which may occur in mixed fertilizers are: 
4NH^N0^ + 2NH^C1 + Cl^ + 12 H^o' (48) 
HNO^ + 3HC1 >01^ + NOCl + ZH^O (49) 
(NH^)2S0^ >NH^HSO^ + NH^ (50) 
The reactions of phosphates with other constituents of the 
fertilizer may be important. For example, in causing the reversion 
of phosphates to citrate insoluble forms. Some of these reversion 
reactions probably involve disproportionation into a more basic, and 
hence more insoluble residue, and a more acidic soluble portion. Thus, 
the apparent acidity of the mass will increase. 
An investigation was made by Borland and Schall (4) to study the 
stability of ammonium nitrate in the presence of the salts associated 
with it in commercial fertilizers, and to evaluate some of the factors 
influencing this stability. In particular, the influence of chloride, 
hydrogen, ammonium, and nitrate ions on stability were investigated. 
The decomposition reactions were extremely sensitive to the presence of 
I 
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chloride, and nitrogen losses increased sharply with increased acidity 
of the fertilizer mixture. They also observed that the stability of the 
mixtures was increased when sulfate containing salts were present. A 
minimum in nitrogen losses was approached as the mole ratio of sulfate 
ion to ammonium nitrate approached 1:1. This fact suggested that the 
double salt NH^NO^ • (NH^)2S0^ may be involved, but no evidence was 
obtained to support this. 
Studies by X-ray diffraction were made on the chemical structure 
of mixed fertilizers by Ikeno and Shimomura (19). Mixed fertilizers 
composed of ammonium sulfate, potassium sulfate, ammonium chloride, 
and potassium chloride were made by a wet process. X-ray patterns 
changed as these fertilizer mixtures cured at temperatures ranging 
from 85° to 110°C. The use of sulfates such as (NH^)2S0^ or 
led to reaction between the sulfate and H„SO, to form NH, HSO, or KliSO, 
2 4 4 4 4 
or an acidic complex salt 3(NH^)2S0^•H2S0^. Bisulfate reacted with 
Ca(H2P0^)2 to form KHgPO^ or and gypsum, accompanied by 
formation of calcium syngenite. During curing, the content of acidic 
complex salts decreased. CaS0^.2H20, CaSO^, and CaSO^.^H^O were found 
in mixtures containing ammonium sulfate, but only CaS0^.%H20 and CaSO^ 
were found in mixtures also containing chloride. CaS0^.2H20 was not 
detected in samples at 110°C. In a mixture of calcium superphosphate, 
ammonium sulfate, and calcium chloride, very little ammonium syngenite 
or monoammonium phosphate was found. 
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INVESTIGATION OF MIXED FERTILIZER DECOMPOSITION 
Equipment and Materials 
For the experimental runs made at temperatures of 140°C or less, 
an E. H. Sargent constant temperature oil bath with a central turret 
system was used. A schematic diagram of the bath is shown in Figure 
2. Three bare wire elements inside the turret are designed for non­
aqueous bath fluids. One element was controlled by a mercurial ther-
moregulator through a thyratron tube and a saturable core reactor in 
the relay unit. A knob on the control dial allowed selection of the 
rate of heat supply from this heater. A second heater supplied a 
steady supplementary input for elevated temperatures and was adjustable 
by means of a dial operated variable transformer. The third heater 
supplied a large input for bringing the bath rapidly to the desired 
working temperature and was equipped with an automatic cut-out relay 
with reset button, being cut off automatically when the bath reached 
the temperature at which the thermoregulator was set. All controls 
were grouped on the panel of a separate relay unit. Maximum power con­
sumption for the unit was 1,100 watts. 
The thermoregulator used with the bath was a Precision Scientific 
differential type "mere to mere" thermoregulator with a temperature 
range of -35° to 500°F and a sensitivity of ^^0.005°F. The tank was an 
ordinary five gallon metal container insulated with three inches of 
fiber glass insulation. Superla U. S. P. heavy white mineral oil from 
Standard Oil Co., Chicago, Illinois was used as the bath fluid. 
Figure 2. Constant temperature bath 
Thermoregulotor 
Variable 
transformer 
dials V. Relay unit 
Reset button 
Turret assembly Heater switches 
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A Precision Scientific high temperature oil bath was used for runs 
made at temperatures greater than 140°C. The heaters were of rod form, 
comprising helically wound wire elements of nickel chromium alloy, embedded 
in refractory and sheathed in copper. In order that thermal dissipation 
of the heaters could be roughly scaled to the operating temperature, 
three 1,000 watt heaters were used, each having an individual power 
switch and all being controlled by the thermoregulator. 
The thermoregulator was of a hydraulic type, employing a liquid 
i 
filled bulb as a sensing element and including twin switches which were 
actuated by hydraulic displacement. As a measure of safety and to 
prevent overheating, one switch was set at a temperature about 8°C 
higher than that for which the other switch was set. In the event the 
regular switch failed to open, the second would assume control. The 
temperature range of the bath was 35° to 225°C with a sensitivity of 
-0.1°C. 
The rectangular tank was made of stainless steel with all four 
sides and the bottom insulated with three inches of glass wool. All 
controls were located on the front panel of the bath at a level well 
removed from the heated tank, and included the temperature selector, 
power switches for each of the three heaters, and two pilot lights to 
indicate the opening and closing of the twin switches in the thermo­
regulator. The bath fluid used was of the polyalkylene glycol type 
which was resistant to charring and coloring and also had a high flash 
point. 
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All materials used in preparing the fertilizer samples were reagent 
grade chemicals from the J. T. Baker Chemical Co., Phillipsburg, 
New Jersey. 
Experimental Method 
The fertilizer mixtures were prepared batchwise as needed. One 
hundred gram portions were ground in a large mortar to insure thorough 
mixing of the samples. The weighed samples were placed in a tared flask, 
stoppered with a vented cork, and held in the constant temperature bath 
at the desired temperature. Periodically the flask was withdrawn, 
allowed to cool, and after the adhering oil was removed, weighed and 
returned to the bath for another heating period. The loss in weight 
was recorded as percent loss of original weight. 
The compositions of the 12-12-12 (12-5.24-9,96) grade fertilizer 
control mixtures used in this work are presented in Table 1. Mixtures 
B to F are similar to control mixture A except that in each formulation 
— "f" "f" — 
one of the ions: Cl , H , NH^, or NO^, has been eliminated in order to 
determine the effect of each ion on the stability of the fertilizer. 
Modifications of the control mixtures were made in which the concen­
trations of the chloride, hydrogen, and sulfate ion were varied. This 
was done to gain isome idea of the effect of concentration of these ions 
on the stability of the fertilizer samples. 
In a number of runs, the gaseous products were collected and analyzed 
to determine the amount of Cl^, N^, and N^O produced. A schematic drawing 
of the apparatus is shown in Figure 3. The 500 ml. round bottom flask 
which was used as the reactor, was connected to a series of absorbers 
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Table 1. Composition of 12-12-12 (12-5.24-9.96) grade fertilizer control 
mixtures 
Ingredient Mix. A Mix. B Mix. C Mix. D Mix. E Mix. F 
gm. gm. gm. gm. gm. gm. 
NH^NOg 12.40 12.40 12.40 - - -
NH.Cl 
4 
29.50 - 29.50 45.90 - 37.80 
(*«4)2304 - 36.00 - - - -
NaNOg - - - - 59.70 13.20 
CaCHgPO^)^. 021.30 21.30 - 21.30 21.30 21.30 
CaHPO, 
4 
-
- 23.00 - - -
KCl 19.00 - 19.00 19.00 3.40 19.00 
KgSO^ • - 22.20 - - -
KNO3 - - - - 15.60 -
Sand 17.80 8.10 16.10 13.80 - 8.70 
fitted with fritted glass bubblers. The first absorber was charged 
with a 10 percent potassium iodide solution and the second was filled 
with potassium hydroxide pellets. From the absorbers, the gas passes 
through a U-tube, which was immersed in a dry ice-acetone bath, and 
then into the gas collector. The collector was a calibrated glass 
cylinder with a small opening at one end which was sealed with a serum 
cap. Gas samples could be withdrawn from the collector through the 
serum cap with a hypodermic syringe and analyzed chromatographically. 
Figure 3. Gas collectron apparatus 
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In the first absorber, Cl^ was removed from the gas by reacting 
with the potassium iodide to liberate free iodine. The second absorber 
removed all acid forming gases such as HCl, NOCl, and which may have 
been present in small quantities. Any water vapor in the gas was con­
densed as it passed through the U-tube to the collector. Only and 
NgO were present in the gas collected in the cylinder. 
At the beginning of a run, a 25 gram fertilizer sample was trans­
ferred to the reactor. The system was then purged with helium for 15 
minutes to insure complete removal of air. After purging the system, 
the delivery tube was inserted into the collection cylinder filled 
with light mineral oil, and the reactor was placed in the constant 
temperature bath. When it was heated for the desired time, the' system 
was again flushed with helium to insure complete transfer of the gaseous 
reaction products through the absorbers and into the collector. The 
reactor containing the sample was then weighed to determine the total 
weight loss. By chemical analysis, the amounts of chloride, ammonical 
nitrogen, and nitrate nitrogen lost were determined. From the gas 
analysis it was possible to determine the amount of chloride recovered 
as Clg and the amount of nitrogen recovered as and NgO. 
Analytical Procedures 
The samples were analyzed before and after a run to determine 
ammonical nitrogen, nitrate nitrogen, total nitrogen, chloride, potash 
(as KgO), and total phosphate (as content. In some mixtures, 
analyses for water soluble PgO^ and citrate soluble PgO^ were also made 
to determine the extent of reversion of the water soluble monocalcium 
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phosphate to water insoluble dicalcium phosphate. 
The methods of analysis were the official methods of the Associa­
tion of Official Agricultural Chemists (2). Phosphate analyses were 
carried out according to the official methods, but the final deter­
minations of the in solution were done by the colorimetric 
procedures of Bridger e_t aJ. (5). The loss in weight of each nutrient 
was determined from the initial and final analysis and the loss was 
recorded as a percent of the weight of the nutrient originally present 
in the sample. 
Determinations of moisture content in the fertilizer samples 
were made by titration with Karl Fischer reagent (iodine-pyridine-
sulfur dioxide complex in a dry solvent solution). The reaction of 
the reagent with water occurs in two consecutive steps. The overall 
reaction is as follows : 
HgO + + SOg + 3C^H^N + CHgOH-tC^H^NHSO^CHg + ZCgH^NHI (51) 
A bright red end point is reached when all the water in the sample is 
consumed. The reagent is standardized against a known water in methanol 
solution. The Karl Fischer reagent and standard solution was obtained 
from the Hartman-Leddon Company, Philadelphia, Pennsylvania. Samples 
were titrated rather than dried by the official methods because it was 
found that the fertilizer mixtures were susceptible to decomposition at 
ordinary drying temperatures of 100°C. 
I 
As a check on the accuracy of the Karl Fischer method, samples were 
dried by vacuum dessication over phosphoric anhydride for 24 hours. It 
was found that a maximum error of 1.0 percent could be expected by the 
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titration method. Since the titration is quite rapid and sufficiently 
accurate, it was adopted as the standard method for all moisture 
determinations made in this experimental work. 
The chromatographic analysis for determination of and N^O was 
carried out on an F & M Scientific Corp. Model 500-A linear programmed 
temperature gas chromatograph. A % in. O.D. copper tube 2 meters 
long and packed with Alcoa F-1 activated alumina, -30+60 U.S. Std. 
mesh, was used to separate the two gases. Helium served as the carrier 
gas and a flow rate of 30 ml/min was maintained through the column 
which was kept at a temperature of 100°C. Under these conditions 
the retention times were 5.8 and 12.3 minutes for and N^O respectively. 
Samples of the gas to be analyzed were injected into the column and 
the total amount of and N^O was determined by relating their peak 
area and volume to the values obtained with known amounts of each gas 
under identical conditions. 
The Clg produced when the fertilizer samples were heated was 
determined by passing the gas through an absorber containing a 10 per­
cent solution of potassium iodide. The free iodine liberated by the 
Clg was then titrated with a standardized sodium thiosulfate solution. 
Results and Discussion 
Effect of temperature 
Temperature effects on the decomposition of mixed fertilizers 
were studied at six temperature levels ranging from 85°C to 180°C. One 
hundred gram samples of mixture A were placed in the constant temp­
erature bath for periods of time up to eight hours. As shown in Figure 4, 
Figure 4. Effect of temperature on the decomposition of 100 gram 
samples of mixture A 
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the rate of decomposition increased rapidly with increased tempera­
ture. At 85°C the losses leveled out at slightly more than 1.0 gram 
after about four hours of heating. Chemical analysis of the samples 
indicated that there was no loss of nitrogen or any other nutrient 
present in the mixture. Since the samples initially contained approxi­
mately 1.40 percent moisture, the observed loss in weight was probably 
due to evaporation of some of the free water present. 
The weight loss reached 3.00 grams after the eight hour heating 
period at 100°C. Included in the losses were significant amounts of 
ammoniacal nitrogen, nitrate nitrogen, and chloride. Thus it is 
evident that the decomposition reactions are initiated at a temperature 
of at least 100°C. With an increase in temperature from 120°C to 140°C, 
the losses after eight hours increased by a factor of 2.70. A maximum 
loss of 16.80 grams was reached at 180°C after only one hour of heating. 
No further decomposition was observed after the loss reached this 
plateau. Analysis of the samples heated at 180°C showed that slightly 
more than 90 percent of the nitrate nitrogen was lost at the end of the -
eight hour heating period. Ammoniacal nitrogen and chloride losses were 
substantial, but potash and total P^O^ content remained unchanged. 
To obtain a clearer picture of the extent of the decomposition, 
the nitrogen and chloride losses at each temperature level are tab­
ulated in Table 2. It can be seen that the total weight of nitrogen 
lost was always about half nitrate nitrogen and half ammoniacal nitrogen 
although in all cases, the nitrate nitrogen lost was always greater than 
that of ammoniacal nitrogen. Recent experimental work by Kummer (21), 
Table 2. Nitrogen and chloride losses from 100 gram samples of mixture A which 
were heated for 8 hours 
Run Temp. Total N lost Ammoniacal N Nitrate N Chloride 
OC . (gm.) lost (gm.) lost (gm.) (gm 
A-1-R-1 85 _ 
A-l-R-2 - - - -
A-2-R-1 100 0.64 0.24 0.40 0.84 
A-2-R-2 0.58 0.21 0.39 0.75 
A-2-R-3 0.68 0.27 0.41 0.93 
A-3-R-1 120 1.32 0.60 0.72 1.76 
A-3-R-2 1.21 0.52 0.69 1.63 
A-3-R-3 1.36 0.58 0.68 1.70 
A-4-R-1 130 2.64 1.20 1.44 2.88 
A-4-R-2 2.76 1.27 1.49 2.79 
A-4-R-3 2.59 1.18 1.41 2.84 
A-5-R-1 140 3.52 1.60 1.92 4.24 
A-5-R-2 3.68 1.74 1.94 4.02 
A-5-R-3 3.44 1.53 1.91 3.97 
A—6-R-1 180 3.76 1.74 2.02 3.98 
A-6-R-2 3.82 1.83 1.99 4.16 
A-6-R-3 3.73 1.72 2.01 4.19 
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Friedman and Bigeleisen (11), and Colvin, e^ (7) has shown that the 
decomposition of ammonium nitrate to produce and N^O proceeds almost 
enirely by a bond formation between the nitrogen atoms of the nitrate 
group and the ammonium group and not by the interaction of similar 
groups. This would explain why the loss of nitrate nitrogen and 
ammoniacal nitrogen is about the same. 
The results reported by these investigators suggest a possible 
explanation as to why the losses level off after only one hour of 
heating at 180°C. Since approximately 90 percent of the nitrate 
nitrogen has been lost, further decomposition to form or N^O cannot 
occur. It is apparent that the nitrate ion is an important factor in 
the decomposition and may be a limiting factor on the amount of nitrogen 
lost in the heating process. 
I 
In addition to total analyses, water soluble and citrate 
soluble analyses were made also in order to check the extent of 
I the reversion of the water soluble monocalcium phosphate to citrate 
soluble dicalcium phosphate. The results of these analyses are presented 
in Table 3. At 85°C there was no reversion of the monocalcium phosphate, 
but at the higher temperature levels there were significant amounts of 
dicalcium phosphate formed during the heating period. Almost 50 percent 
of the water soluble PgO^ had reverted to the citrate soluble PgO^ at 
180°C. The reversion reaction is as follows; 
Ca(H2PO^)g'HgO > CaHPO^ + H^PO^ + H^O (52) 
Reaction 52 is important because the free acid formed enhances the decom­
position of ammonium nitrate, particularly in the presence of chloride. 
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Table 3. Effect of temperature on reversion of water soluble 
P^.O^ in 100 gram samples of mixture A 
Run Temp. Water sol. PgOq Citrate Sol. PgO^ after 
°C Before After heating 
(gm.) (gm.) (gm-) 
A-1-R-1 85 11.92 11.89 
A-l-R-2 11.98 12.01 -
A-2-R-1 100 12.14 11.56 0.58 
A-2-R-2 11.99 11.45 0.54 
A-3-R-1 120 12.08 10.84 1.24 
A-3-R-2 12.01 10.86 1.15 
A-4-R-1 130 11.72 8.96 2.76 
A-4-R-2 11.93 9.06 2.87 
A-5-R-1 140 12.12 6.72 5.40 
A-5-R-2 12.02 6.71 5.31 
A-6-R-1 180 11.87 6.36 5.51 
A-6-R-2 11.97 6.34 5.63 
With the formation of free acid in the fertilizer as a result 
of the phosphate reversion, it would be expected that the mixture would 
become more acidic; however, this was not the case. The pH of mixture 
A was 2.70 before heating, but after heating it had increased, reaching 
a maximum of 3.80 at 180°C (Figure 5). Thus it is evident that the acid 
formed by equation 52 is removed during the decomposition. The removal 
is effected by reaction of the phosphoric acid with other compounds 
present in the mixture ultimately resulting in the gaseous decomposition 
products. 
I 
Experimental runs were made with mixture A in which the gas products 
were collected and analyzed. The studies were carried out at three 
temperature levels: 120°, 130°, and 140°C. It was found that the 
principle products were Clg, , and N^O. Table 4 shows that an average 
Figure 5. Variation of pH of mixture A with temperature after 8 
hours of heating 
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Table 4. Recovery of chloride from 25 gram samples of mixture A 
which were heated for 8 hours 
Run Temp 
°C 
Cl lost 
(gm.) 
Cl recovered 
as Clg (gm.) 
% recovery 
A- 3 - R- 5 120 0.4428 0.3614 81.62 
A-3-R-6 0.3493 0.2887 82.65 
A-4-R-5 130 0.7223 0.5753 79.65 
A-4-R-6 0.7003 0.5902 84.28 
A-5-R-4 140 1.0583 0.9029 85.32 
Table 5. Recovery of nitrogen from 25 gram samples of mixture A 
which were heated for 8 hours 
Run Temp 
OC 
Total N lost 
(gm.) 
gm ^ 2 gm N-0 i ^ 
Weight 
ratio 
7o recovery 
A-3-R-5 120 0.3324 0. ,1195 0.2508 2.10 83.94 
A-3-R-6 0.2619 0. ,1000 0.2013 2.01 87.06 
A-4-R-5 130 0.6606 0. ,2570 0.5448 2.12 91.36 
A-4-R-6 0.6541 0. ,2204 0.4981 2.26 82.13 
A-5-R-4 140 0.8814 0. ,3294 0.7214 2.19 89.42 
of 82.70 percent of the chloride lost from the samples was recovered 
as Clg' Material balances for nitrogen are presented in Table 5. An 
average of 86.78 percent of the total nitrogen lost was recovered as 
Ng and N^O. The weight ratio: N^O to was constant at about 2.13:1.00 
over the temperature range investigated. It appears that although tem­
perature affects the rate of decomposition, it does not alter the course 
of the reactions taking place. 
The nature of the gas products indicate that the principle reaction 
involved in the nitrogen and chloride loss is between ammonium nitrate 
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and ammonium chloride. The reaction has been studied by Besson and 
Ross et (3) who found that it is essentially a reaction between nitrogen 
dioxide, an intermediate in ammonium nitrate decomposition, and ammonium 
chloride, and can be expressed as follows: 
SNOg + 6NH^C1 >'4NgO + 3N^ +3CI2 + IZH^O (53) 
According to equation 53, the weight ratio of N^O to should be 
2.09:1.00. This is close to the weight ratio of 2.13:1.00 which was 
obtained in the present investigation. Also reaction 53 indicates that 
the nitrate nitrogen loss should be slightly greater than the ammoniacal 
nitrogen loss as was found experimentally. 
The nitrogen dioxide involved in equation 53 is a product of nitric 
acid decomposition. Nitric acid can be produced in the fertilizer in 
several ways. The most important is probably the reaction of the free 
phosphoric acid formed by equation 52 and ammonium nitrate. 
HgPO^ + NH^NOg ^ NH^H^PO^ + HNO^ (54) 
Another possibility is the dissociation of ammonium nitrate: 
NH^NO^ + mo^ (55) 
However, at the temperatures used in this work, the dissociation may 
not be significant. 
It is likely that most of the chloride not recovered as Clg was 
probably lost as HCl. Several side reactions which would result in 
formation of HCl are as follows : 
HgPO^ + NH^Cl > NH^HgPO^ + HCl (56) 
1 
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SClg + 2NIL + 6HC1 (57) 
NH^Cl + HCl (58) 
Since the fertilizer is distinctly acidic the following reaction may 
also occur: 
HNO^ + 3Hci >N0C1 + Cl^ + 2H 0 (59) 
This reaction would also account for some of the nitrogen which was not 
recovered as Ng or N^O. Most of the nitrogen which was not recovered 
was probably lost as NH^, HNO^, or NOg. No attempt was made to isolate 
these gases. 
Effect of chloride ion 
One hundred gram samples of mixture B which contained no chloride 
were heated in the constant temperature bath at 130°C for 16 hours. An 
observed loss of only 2.10 grams'indicates that the presence of chloride 
is necessary for the decomposition of the fertilizer. Modifications of 
control mixture B were prepared in which the chloride concentration was 
varied from 0.05 to 10 percent by replacing increasing amounts of ammonium 
sulfate with ammonium chloride. With the addition of only 0.05 percent 
chloride, the losses increased markedly and reached a plateau at the 0.50 
level. The losses did not change as the chloride concentration was 
increased beyond 0.50 percent (Figure 6). 
Analyses of the samples showed that there were significant losses 
of nitrogen and chloride. The analytical results are presented in Table 6. 
Figure 6. Effect of chloride concentration on the decomposition 
of 100 gram samples of mixture B which was heated for 
16 hours at 130 C 
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Table 6. Nitrogen and chloride losses from 100 gram samples of mixture 
B which were heated for 16 hours at 130°C 
Initial Cl Total N Ammoniacal N Nitrate N Cl lost 
concentration lost lost lost 
(gm.) (gm.) (gm.) (gm.) (gm.) 
0.00 0.24 . 0.22 0.02 
0.05 0.41 0.21 0.20 -
0.53 0.93 0.45 0.48 0.21 
1.05 0.98 0.43 0.55 0.24 
2.06 1.14 0.52 0.62 0.39 
3.01 1.01 0.48 0.53 0.31 
5.04 1.19 0.57 0.62 0.33 
8.01 1.13 0.54 0.59 0.37 
9.93 1.07 0.46 0.61 0.44 
In the mixture which contained no chloride, it was noted that the 
nitrogen lost was almost all ammoniacal nitrogen. This is in contrast 
to the results obtained with mixture A where it was found that the 
nitrogen loss was always somewhat greater than the ammoniacal nitrogen 
loss. It is evident that when chloride is not present the reactions 
involved in the decomposition are not the same. The nitrogen loss in 
the absence of chloride in mixture B may be due to the decomposition of 
ammonium sulfate which is present in high concentration. 
(NH^)2S0 > NH^ + NH^HSO^ (60) 
As can be seen from Table 6, the addition of chloride, even in 
trace amounts, increases the nitrate nitrogen loss. At a chloride 
concentration of 0.50 percent the total nitrogen loss is again divided 
between ammoniacal nitrogen and nitrate nitrogen in the same manner as 
in mixture A. 
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It was observed that although mixture B lost 4.42 grams total 
weight after heating at 130°C, these losses were not comparable to the 
high losses occurring in mixture A. Since mixture B contained 38.40 
•percent sulfate while mixture A contained none, it appeared that the 
sulfate ion was exerting a stabilizing influence on the fertilizer. 
Mixtures were made up which contained only ammonium nitrate, 
monocalcium phosphate, sand, and varying amounts of ammonium chloride. 
Similar results were obtained, but the maximum loss was 16.26 grams 
(Figure 7). These mixtures were not of the 12-12-12 (12-5.24-9.96) grade, 
but the results obtained lend support to the idea of the stabilizing 
effect of the sulfate ion. 
Effect of acidity 
The acidity of mixture C was varied by preparing samples in which 
the relatively neutral dicalcium phosphate was replaced by increasing 
amounts of the acidic monocalcium phosphate. The samples, ranging in 
pH from 2.80 to 6.30, were heated in the constant temperature bath at 
130°C for 16 hours. The pH was determined by suspending one gram of 
sample in ten ml. of water adjusted to pH 7.00. 
A sharp drop in weight loss from 15.68 to approximately 1.00 grams 
was observed as the pH increased from 2.80 to 3.90 (Figure 8). Although 
the curve in Figure 8 indicates that the weight loss has leveled off 
at pH 3.90, it is likely that the weight loss will increase again due 
to ammonia loss as the mixture becomes more basic. 
In the sample of pH 2.80, the weight loss included 89.63 percent of 
the nitrate nitrogen, 15.83 percent of the ammoniacal nitrogen, and 13.24 
Figure 7. Effect of chloride concentration on the decomposition 
of modified mixture B which was heated for 16 hours 
at 130°C 
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percent of the chloride present in the preheated sample. In the nearly 
neutral sample in which all of the was added as dicalcium phos­
phate, no losses were observed other than moisture. 
From Figure 8 it appears that a pH of 3.90 may be critical in the 
fertilizer mixture since no losses were detected in the samples of pH 
greater than 3.90. The pH of mixture A increased from 2.67 to 3.80 , 
after being heated at 180°C and the losses reached a maximum after only 
one hour. That the decomposition did not continue after the one hour 
heating period was attributed to the low concentration of nitrate ion 
remaining in the mixture, but it may have been that the sample reached 
a pH at which it was stable or perhaps it was a combined effect of pH 
and nitrate ion concentration. 
Effect of ammonium and nitrate ions 
i 
Samples of mixture D in which the nitrate ion was absent and 
mixture E in which the ammonium ion was eliminated were heated in the 
constant temperature bath at 130°C for 16 hours. Th^ losses in weight 
of mixtures D and F were 1.54 and 1.49 grams respectively. Analysis 
showed that these losses were moisture only. Mixture F in which the 
nitrate ion was supplied by sodium nitrate and the ammonium ion by 
o 
ammonium chloride lost 15.31 grams upon heating at 130 C for 16 hours. 
Thus it is evident that the presence of both of these ions is required 
for decomposition to occur. They need not be supplied by ammonium 
nitrate since equivalent losses occurred when the ions were supplied 
by other ammonium and nitrate salts. 
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Effect of sulfate ion 
Since the experiments with mixture B indicated that the sulfate 
1 
ion tended to stabilize the fertilizer mixture, this stabilizing effect 
was further investigated. A series of samples containing increasing 
amounts of sulfate ion was prepared from a sulfate-free mixture G. 
The basic formula of this mixture was: 12.40 gms. NH^NO^, 29.40 gms. 
NH CI, 21.40 gms. Ca(H PO )*H 0, and 36.80 gms. sand. The sulfate 
4 Z 4 Z 
content was varied from 0.0 percent to a maximum of 35.0 percent by 
replacing sand with increasing amounts of (NH^)2S0^, K^SO^, or CaSO^. 
One hundred gram samples of the mixtures were heated in the constant 
temperature bath for 16 hours at 130°C. 
Losses from the mixtures in which the sulfate was added as 
(NH^)2S0^ or KgSO^ dropped sharply as the concentration of sulfate ion 
increased and reached a minimum of approximately 5.0 grams at a sulfate 
content of 11 percent. Whether the sulfate was supplied by the ammonium 
salt or the potassium salt, the 5.0 gram level was approached as the mole 
ratio of sulfate ion to ammonium nitrate approached 1:1. As can be seen 
from Figure 9, the addition of sulfate as CaSO^ did not exhibit the same 
stabilizing effect. 
Results of the PgOg analyses presented in Table 7 show that the 
1 
reversion of water soluble P 0 to citrate soluble P^O is reduced by 
2 5 ^ ^  
the addition of sulfate as (NH^)2S0^ or K^SO^. At a sulfate concentration 
of 11 percent almost all of the PgO^ remained in the water soluble form. 
Nitrogen and chloride losses were also reduced considerably as the sulfate 
concentration increased (Table 8). 
I 
Figure 9. Effect of sulfate ion on stability.of 100 gram samples 
of mixture G which were heated for 16 hours at 130°C 
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Table 7. Effect of sulfate ion on reversion of water soluble in 
100 gm. samples of mixture G which were heated for 16 
hours at 130°C 
% SO^ Sulfate salt Water sol. PgO Citrate Sol. P 0 
added Before After After heating 
(gm.) (gm.) (gm) 
0.00 - 11.92 7.24 4.68 
7.21 (NH ) SO 11.98 8.67 2.31 
14.58 12.02 11.89 0.13 
26.76 12.16 12.07 0.09 
34.98 12.07 11.96 0.11 
5.52 11.87 9.04 2.83 
11.02 Z 4 11.97 11.80 0.17 
20.28 12.04 11.94 0.10 
28.43 12.01 11.87 0.14 
Table 8. Nitrogen and chloride losses from 100 gm. samples of mixture 
G which were heated for 16 hours at 130°C 
7o SO^ Sulfate salt added Total N lost CI lost 
(gm.) (gm.) 
0.00 - 4.24 3.97 
0.00 - 4.11 3.84 
7.21 (NH ) SO 1.13 0.92 
14.58 4- / 4 0.47 0.33 
26.76 0.44 0.39 
34.98 0.43 0.31 
5.52 K SO 1.85 1.78 
11.02 Z 4 0.67 0.39 
20.28 0.46 0.32 
28.43 0.40 0.29 
X-ray diffraction studies were made on two of the heated samples, 
one in which the sulfate was supplied by the ammonium salt, the other 
in which the sulfate was supplied by the potassium salt. Due to the 
complexity of the mixtures there was some difficulty in identifying 
I 
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the compounds. In the mixture where the sulfate was added as ammonium 
sulfate, the following salts were identified: NH^Cl, CaSO^, 
and (NH^)2S0^. Compounds identified from the mixture in which the 
sulfate was added as potassium sulfate were: KH^PO^, NH^Cl, CaSO^, and 
K2SO4. 
/ 
The results of the analyses and the X-ray diffraction studies 
indicate that the following reactions occur: 
(NH^)2S0^ + Ca(H2P0^)2 ^ZNH^H^PO^ + CaSO^ (61) 
KSO, + CaCHgPO^^g ^-ZKH^PO^ + CaSO^ (62) 
These reactions explain why the PgO^ remains water soluble if 
sufficient•ammonium sulfate or potassium sulfate is present in the 
mixture. Also, reactions 61 and 62 are important in inhibiting the 
decomposition of the fertilizer because with the removal of calcium 
as insoluble, thermostable calcium sulfate, the reversion of the phos­
phate to citrate soluble dicalcium phosphate cannot occur. This 
prevents the formation of free phosphoric acid according to equation 52. 
With the control of the free acid in the mixture reactions 53, 54, and 
56 cannot proceed and the decomposition is effectively stopped. It is 
evident from equation 61 and 62 that addition of the sulfate to the 
fertilizer as calcium sulfate would not stabilize the mixture. This was 
confirmed experimentally. 
As discussed earlier, it was observed that the maximum stability of 
the fertilizer was obtained as the mole ratio of sulfate ion to ammonium 
nitrate approached 1:1. However, considering reactions 61 and 62, it would 
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appear that the maximum stability should be obtained when the mole 
ratio of sulfate ion to monocalcium phosphate approached 1:1. In 
Figure 10 the weight loss from mixture G has been plotted versus 
SO^/CaCH^PO^)^ mole ratio. Maximum stability was obtained when the 
ratio was slightly more than 1:1. 
In order to confirm that maximum stability is always obtained 
when the S0^/Ca(H2P0^)2 mole ratio is approximately 1:1, mixture H 
was prepared in which the ammonium nitrate concentration was 50 per­
cent greater than in mixture G. The sulfate concentration was varied 
in the same manner as with mixture G. Weight loss was greater in 
mixture H than in mixture G, but the losses dropped sharply as the 
sulfate concentration increased and approached a minimum of 5.0 grams 
as the mole ratio approached 1:1. 
Mixture I, which contained 50 percent less ammonium nitrate than 
mixture G, did not lose as much weight as mixture G, as was expected. 
The losses again reached a minimum at about the same mole ratio of 
sulfate ion to monocalcium phosphate as in mixtures G and H. For com­
parison of the results of the runs made with the G, H, and I series of 
samples, the weight loss data for all runs were plotted versus 
S0^/Ca(H2P0^)2 mole ratio in Figure 11 and versus SO^/NH^NO^ mole 
ratio in Figure 12. It'can be seen that maximum stability is obtained 
in all three mixtures as the mole ratio reaches 1:1. 
This is not true as the SO^/NH^NO^ mole ratio approaches 1:1 in the 
fertilizer mixtures. In mixture H, maximum stability is reached at a 
0.5:1 mole ratio SO,/NH,NO„ and in mixture I it is reached at a 2:1 mole 
4 4 3 
ratio. 
Figure 10. Effect of sulfate ion on stability of 100 gram samples 
of mixture G which were heated for 16 hours at 130°C 
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Figure 11. Comparison of weight loss data for the G, and I 
series of mixtures when plotted against SO^ / Ca(H2P04)2 
mole ratio 
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These results indicate that an important factor in inhibiting the 
decomposition is to prevent the formation of free acid in the mixture. 
This can be accomplished by adding either ammonium sulfate or potassium 
sulfate to the fertilizer. 
Effect of moisture content 
Samples of fertilizer mixture A were weighed out an the desired 
amount of water added to each sample. The samples were then ground 
again in a large mortar to insure uniform distribution of the moisture 
throughout. The procedure then followed was the same as in the experi­
mental runs to determine the effect of temperature on mixture A. Three 
levels of moisture, 1.50, 3.20, and 5.00 percent, and four levels of 
temperature, 85°, 100°, 120°, and 140°C were studied. Loss in 
weight was determined at selected time intervals and plotted as a 
function of time (Figures 13, 14, 15, 16). At a given temperature 
level the weight loss increased with increased moisture content, but 
the -Increased loss could be accounted for by evaporation of the additional 
free moisture in the samples originally. Analyses of the samples in­
dicated that there was no significant variation in the nitrogen and 
chloride loss as the result of added moisture in the samples. 
In all of the samples prepared in this work, the moisture content 
was about 1.40 percent. It was difficult to maintain the initial 
moisture content at a lower level because of the deliquescent nature 
of some of the materials used and because there was no control over 
the humidity in the laboratory. An experiment was made with a fertilizer 
mixture which was of the same formulation as mixture A except that the 
Figure 13. Effect of initial moisture content on the decomposition 
of 100 gram samples of mixture A heated at 85° 
76 
INITIAL MOISTURE = 4.98% 
0 2 4 6 8 
TIME IN CONSTANT TEMPERATURE BATH (HOURS) 
Figure 14. Effect of initial moisture content on the decomposition 
of 100 gram samples of mixture A heated at 100°C 
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Figure 15. Effect of initial moisture content on the decomposition 
of 100 gram samples of mixture A heated at 120°C 
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Figure 16. Effect of initial moisture content on the decomposition 
of 100 gram samples of mixture A heated at 140°C 
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was added as CaCH^PO^)^ instead of Ca(5^20^)2"HgO. The sample 
was dried by vacuum desiccation over phosphoric anhydride for 72 hours. 
Because of the low moisture content of the dried sample, an accurate 
determination of moisture as free water and water combined as water of 
crystallization could not be made. However, the total water content 
was estimated to be less than 0.2 percent. After heating for eight 
' hours at 130°C, the total weight loss was 2.37 grams. The 100 gram 
samples of mixture A which were heated for eight hours at 130°C under 
ordinary conditions lost 10,41 grams. It appears that the decomposition 
will not proceed if the mixture is completely anhydrous. The reason for 
this may be that the reactions occur in the liquid phase of the mixture. 
The liquid phase consists of the free" water present and any salts which 
are dissolved in it. In the extreme case, the liquid phase may consist 
entirely of fused salts. However, in this work the temperature levels 
used were not adequate for the salts to fuse, but sufficient moisture 
was present. In the thoroughly dried sample there would not be enough 
moisture to form a liquid phase and therefore the decomposition is 
inhibited. No further experimental.work was done in this area, but 
such a study may be of interest in future studies of fertilizer decom­
position. 
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INVESTIGATION OF INHIBITORS OF 
AMMONIUM NITRATE DECOMPOSITION 
Introduction 
Since the study of the nitrogen loss problem in mixed fertilizers 
has shown that a key factor involved is the decomposition of ammonium 
nitrate, an investigation was undertaken to determine the inhibiting 
effect of several compounds on the decomposition of pure ammonium 
nitrate. Substances which inhibit the decomposition may possibly be 
used in fertilizers to reduce nitrogen loss. An effective inhibitor 
would also be useful as an additive to reduce fire or explosion hazards 
in production, handling, and shipping of ammonium nitrate. 
Theoretical Considerations 
In selecting compounds which may inhibit the decomposition of 
ammonium nitrate, a knowledge of the mechanism of the decompsoition is 
necessary. Lack of agreement among results obtained in numerous studies 
of ammonium nitrate decomposition prevents a detailed description of the 
reaction path, however, in the most recent kinetic studies by Rosser 
e_t ajL. (28), Rozman (29), and Keenan and Dimitriades (20), it is agreed 
that the most important steps in the decomposition involve dissocia­
tion or hydrolysis of the nitrate to form ammonia and nitric acid, 
decomposition of the nitric acid to form nitrogen dioxide, and reaction 
of nitrogen dioxide with ammonia to produce the final products. 
Buildup of acid in the melt in the initial stages result in auto-
catalytic acceleration of the decomposition. Therefore, the function of 
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an inhibitor would be to prevent the formation of nitric acid in the 
melt or combine with the acid to stop it from decomposing. Ammonia, 
which has been found to inhibit ammonium nitrate decomposition, suggests 
that compounds which liberate ammonia by hydrolysis in an acid medium 
may be effective inhibitors. Also, basic salts which would neutralize 
the acid may be of use. Another way to prevent decomposition would 
I 
be to add a salt which by a double decomposition reaction would form 
compounds which are more thermostable. 
Experimental Method 
Each binary mixture prepared contained exactly 10 grams of ammonium 
nitrate. To this 10 grams was added a specified amount of inhibitor 
to give the desired composition. After the sample was in the constant 
temperature bath for a given period of time, it was removed, cooled, 
and weighed to determine the weight loss. Each run was analyzed for 
loss of ammonium nitrate and change in pH. The methods of analysis 
for nitrogen and water were the same as described in an earlier section. 
Prior to making up the mixture, all materials were dried by vacuum 
desiccation for 24 hours. Water analysis of the samples showed that the 
mixtures contained less than 0.5 percent moisture when placed in the 
constant temperature bath. 
It was not possible to eliminate moisture completely due to the 
deliquescent nature of ammonium nitrate. 
These studies were conducted at three temperature levels, 175°, 200°, 
and 225°C. Use of such high temperatures was necessary because pure 
86 
ammonium nitrate will not decompose appreciably below 175 C. 
Results and Discussion 
Inhibiting effect of sulfate compounds 
The sulfate compounds selected for study were ammonium sulfate, 
potassium sulfate, and calcium sulfate. Use of these salts as inhibitors 
of ammonium nitrate decomposition was investigated because in the study 
of nitrogen loss from mixed fertilizers it had been observed that 
ammonium sulfate and potassium sulfate reduced the losses. Binary 
mixtures were prepared which contained mole ratios of sulfate ion to 
ammonium nitrate of 0:1, 0.5:1, and 1:1. 
The extent of decomposition of the mixtures was negligible at 175°C 
even after eight hours of heating and it was not possible to detect any 
significant stabilizing effect of the sulfates at this temperature. 
I 
However, the acidity of the samples increased rapidly during the initial 
heating period and became constant after about four hours. As shown in 
Figure 17, the mixtures containing ammonium sulfate did not become as 
acidic as pure ammonium nitrate; the acidity decreasing with increased 
ammonium sulfate concentration. The decreased acidity may be due to the 
decomposition of ammonium sulfate to produce ammonia according to reaction 
The ammonia produced would tend to drive reaction 64 to the left and 
reduce the nitric acid concentration in the melt. 
63. 
(NH^)^SO^ (63) 
NH NO. 
4 3 
> NH^ + HNO^ (64) 
Figure 17. Effect of ammonium sulfate on pH when added to 10 gms. 
of ammonium nitrate and heated at 175°C 
Figure 18. Effect of potassium sulfate on pH when added to 10 gms. 
of ammonium nitrate and heated at 175°C 
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Figure 18 indicates that potassium sulfate did not have an 
apprecaible effect on the pH of the mixtures at this temperature 
level. 
At 200°C the mixtures containing ammonium sulfate became more 
acidic than pure ammonium nitrate heated at the same temperature 
(Figure 19). Ammonia was detected in the gas evolved indicating that 
reaction is rapid enough for quantitative amounts of ammonia to 
escape from the melt. Loss of ammonia and accumulation of ammonium 
bisulfate in the residue would account for the increase in acidity of 
mixtures containing ammonium sulfate. 
Figure 20 shows that the presence of ammonium sulfate in the mixtures 
accelerated the decomposition of ammonium nitrate. Since these samples 
were more acidic, this would be expected because it is known that the 
rate of decomposition is greater in a more acid medium. 
Addition of potassium sulfate to ammonium nitrate reduced the acidity 
after heating at 200°C (Figure 21). Loss of ammonium nitrate was reduced 
by almost 85 percent with sulfate added in a mole ratio of 0.5:1. Figure 22 
indicates that at the 1:1 mole ratio the inhibiting effect of potassium 
sulfate is about the same as at the 0.5:1 ratio. These results indicate 
that the following reaction may occur: 
K^SO^ + 2NH^N0^ > 2KN0^ + (NH^)2S0^ (65) 
Fusion of the samples would be necessary for the double decom­
position to occur. Melts were not obtained in the mixtures containing 
Figure 19. Effect of ammonium sulfate on pH when added to 10 gms. 
of ammonium nitrate and heated at 200°C 
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Figure 20. Effect of ammonium sulfate on the decomposition of 
ammonium nitrate when heated at 200°C 
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Figure 21. Effect of potassium sulfate on pH when added to 10 gms. 
of ammonium nitrate and heated at 200°C 
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Figure 22. Effect of potassium sulfate on the decomposition of 
ammonium nitrate when heated at 200°C 
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potassium sulfate, but the mixtures were caked indicating that there 
was partial fusion. It may have been enough so reaction 65 could pro­
ceed to some extent. This reaction would alsd inhibit the dissociation 
of ammonium nitrate and consequently the acidity would be reduced. 
Mixtures in which the sulfate was added as calcium sulfate were 
o 
also studied at 200 C. From Figure 23 it can be seen that calcium 
sulfate had no effect on the decomposition of ammonium nitrate. This 
probably due to the great stability of calcium sulfate at this tem­
perature. Because of this it is not likely that a reaction similar to 
equation 65 would occur to reduce the loss of ammonium nitrate. 
o 
At 225 C the results obtained with the ammonium sulfate-ammonium 
nitrate mixtures were similar to those at 200°C except that the samples 
were more acidic and the accelerating effect of ammonium sulfate is more 
pronounced(Figures 24,25). 
The stabilizing effect of potassium sulfate at 225°C was also 
similar to that at 200°C. As the results in Figure 26 show, addition 
of the sulfate in mole ratios of 0.5:1 and 1:1 reduce the ammonium 
nitrate loss from 20.92 percent to 2.73 percent after eight hours of 
heating. Figure 27 shows that potassium sulfate also reduces the acidity 
of the mixtures as was observed at 200°C. 
The observation that the same stabilizing effect was obtained 
whether potassium sulfate was added in the 0.5:1 or 1:1 mole ratio of 
sulfate ion to ammonium nitrate may be accounted for by considering 
reaction 65. If the inhibiting effect is due to this reaction, maximum 
stability could be expected when the mole ratio is 0.5:1. addition of 
Figure 23. Effect of calcium sulfate on the decomposition of 
ammonium nitrate when heated at 200°C 
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Figure 24. Effect of ammonium sulfate on pH when added to 10 gms. 
of ammonium nitrate and heated at 225°C 
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Figure 25. Effect of ammonium sulfate on the decomposition of 
ammonium nitrate when heated at 225°C 
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Figure 26. Effect of potassium sulfate on the decomposition of 
ammonium nitrate when heated at 225°C 
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Figure 27. Effect of potassium sulfate on pH when added to 10 gms. 
of ammonium nitrate when heated at 225 C 
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greater amounts of potassium sulfate would not increase the stability. 
Over the temperature range studied, only potassium sulfate was 
found to effectively inhibit ammonium nitrate decomposition. Ammonium 
sulfate accelerated the decomposition while calcium sulfate had no 
apparent effect. 
Inhibiting effect of urea 
Ammonium nitrate containing concentrations of 0.5%, 1.0%, and 
2.0% urea was heated in the constant temperature bath at 200°C for 
periods of time up to eight hours. 
In contrast to the results obtained in the study of sulfates, the 
pH of mixtures containing urea increased initially (Figure 28). 
Urea hydrolizes as the melt becomes acid and produces ammonia which 
would neutralize the nitric acid resulting from reaction 64, thus 
accounting for the decrease in acidity. 
The plot of total weight loss against time in Figure 29 indicates 
that addition of 1.0 percent urea to ammonium nitrate may be optimum. 
The weight loss from samples containing 0.5 percent urea was greater than 
at the 1.0 percent level. At a concentration of 2.0 percent, the total 
weight loss was greater than that of pure ammonium nitrate. This is 
probably due to the intensified decomposition of urea itself when present 
at a 2.0 percent concentration. 
Investigation of the inhibiting effect of urea was not carried out 
at other temperature levels, but such a study would be of interest, 
particularly at higher temperature levels to determine if it would 
Figure 28. Effect of urea on pH when added to 10 gms. of 
ammonium nitrate and heated at 200°C 
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Figure 29. Effect of urea on the decomposition of ammonium nitrate 
when heated at 200°C 
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exhibit the isame effect as temperature increases. 
Results of this study show that an amino compound such as urea 
inhibits the decomposition of ammonium nitrate at 200°C. Since urea 
is often used in fertilizer formulations, it may be useful in inhibiting 
the decomposition of mixed fertilizers. 
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CONCLUSIONS 
The decomposition reg!ctions are initiated at a temperature of 
at least 100°C and the rate of decomposition increased rapidly' 
with increased temperature. Analysis of the solid and gas 
products after heating showed that the reactions involved in the 
decomposition did not change over the range of temperatures 
investigated. 
The key reaction in initiating the decomposition was the hydrolysis 
of monocalcium phosphate resulting in the formation of dicalcium 
phosphate and phosphoric acid. Reaction of the acid, ammonium 
nitrate, and ammonium chloride resulted in a substantial loss of 
nitrogen and chloride from the fertilizer mixtures. 
Nitrous oxide, elemental nitrogen, and chlorine were found to be 
the major gas products. About 90 percent of the total nitrogen 
lost was recovered as N^O and N^ and 83 percent of the chloride 
lost was recovered as Clg. 
In the absence of chloride ion there was no significant decom­
position of the fertilizers, but addition of only 0.05 weight 
percent chloride resulted in a loss of nitrogen from the mixtures. 
When chloride was present in large quantities, its loss was sub­
stantial. 
There was no loss of nitrogen in samples in which either the 
nitrate or ammonium ion was missing. It made no difference 
whether these ions were supplied by ammonium nitrate or individual 
ammonium and nitrate salts; the losses were the same in either case. 
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Acidity of the fertilizer mixtures was a major factor. As the 
pH increased from 2.8 to 3.9, the losses dropped sharply from 
about 16 percent to less than 1.0 percent. Samples with a pH 
of 3.9 to 6.3 were found to be stable. 
Initial moisture content of the samples did not affect the 
decomposition. The losses increased with increased water content, 
but these losses could be adequately accounted for by the 
additional moisture lost from the mixtures tested. 
Addition of ammonium sulfate or potassium sulfate to the ferti­
lizer mixtures inhibited the decomposition of the samples. The 
stabilizing effect was due reaction of the sulfate salts with 
monocalcium phosphate to form calcium sulfate and monoammonium 
phosphate or potassium dihydrogen phosphate. These reactions 
prevented hydrolysis of monocalcium phosphate and effectively 
controlled the formation of free acid in the mixtures. 
Maximum stability of the fertilizer samples was obtained when 
the mole ratio of sulfate ion to monocalcium phosphate was 
slightly more than 1:1. 
No stabilizing effect was observed when the sulfate ion was 
added as calcium sulfate. 
Potassium sulfate was found to be an inhibitor of ammonium 
nitrate decomposition in a two component mixture at temperatures 
up to 225°C. The maximum stabilizing effect was obtained when 
the mole ratio of potassium sulfate to ammonium nitrate was 1:1. 
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12. Ammonium sulfate accelerated the decomposition of ammonium 
nitrate in a two component mixture while calcium sulfate had 
no apparent effect on the decomposition. 
13. Decomposition of ammonium nitrate at 200°C was reduced 
considerably with addition of only 1.0 percent urea to the 
nitrate. The weight loss from samples containing 0.5 percent 
and 2.0 percent urea was greater than at the 1.0 level indicating 
that 1.0 percent urea may be optimum. 
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RECOMMENDATIONS 
Mixtures made up of raw materials used in commercial fertilizers 
should be studied since the reagent grade compounds used in this 
work provide conditions which are quite different from actual 
conditions in commercial operations. The presence of impurities 
which are found in these raw materials may also have an effect 
on the decomposition. 
Use of limestone or dolomite as fillers rather than sand should 
be studied. The presence of the substances in the fertilizer 
will tend to reduce the acidity of the mixture and may prove to 
be effective inhibitors of fertilizer decomposition. 
Fertilizer formulations used in this investigation did not contain 
materials such as the ammonium phosphates and urea which are 
commonly found in commercial formulations. It is recommended that 
decomposition of fertilizers containing these compounds be studied. 
The results of this study cannot be correlated directly to 
commercial operations since conditions in the ammoniator and dryer 
are quite different from those employed with the laboratory mixtures. 
It is recommended that a pilot plant study be carried out in order 
to accomplish this. 
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